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Abstract The oxidation reaction of triiodide, I3−, by chlorate is investigated in a slightly acidic and
neutral media. The reaction was verified and monitored both potentiometrically and spectrophotometrically.
Generally, a slow linear decay preceded by an induction period was observed for the triiodide concentration
following the addition of chlorate. The induction period is likely to be related to the time required for
the generation of suitable concentrations of plausible intermediates (HIO and HIO2), which are assumedOxidation to auto-catalyse the reaction. We examined the effect of acidity and concentrations of both chlorate and
triiodide on the induction time for this reaction. The acidity of the medium influenced the induction period,
while the oxidation of iodide by chlorate competed with that of iodine as the medium acidity increased,
making the reaction more complicated. Therefore, a suitable pH is highly recommended for studying the
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Introduction
Since the pioneering work of Bray and Liebhafsky (BL) on the
oscillation reaction of iodine and hydrogen peroxide, the oxidation
reaction of iodine to iodate has received significant attention [1–5].∗ Corresponding author. Tel.: +81 45 924 5404; fax: +81 45 924 5489.
E-mail addresses: ahmad0873@yahoo.com (A.M. Mohammad),
mawad70@yahoo.com (M.I. Awad), ohsaka@echem.titech.ac.jp
(T. Ohsaka).
2090-1232 © 2010 Cairo University. Production and hosting by Elsevier. All
rights reserved. Peer review under responsibility of Cairo University.
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doi:10.1016/j.jare.2010.05.003ble mechanism involving the HIO, HIO2, and I2O species is proposed.
© 2010 Cairo University. All rights reserved.
everal other oscillation reactions have since been proposed; these
nclude the Briggs–Rauscher reaction, in which the acidic oxida-
ion of malonic acid by a mixture of hydrogen peroxide and iodate
s catalysed by manganous ion [6], and those based on chlorite [7]
nd bromite [8] – iodide reactions. Many of these reactions have also
hown a clock behaviour, in which an abrupt change in the concen-
ration of some chemical species occurs after an induction period.
ecently, a clock behaviour has been observed in a highly acidic
edium for a reaction involving chlorate, which suggests the possi-
ility of new chlorate-based oscillation reactions [9]. Although they
xhibit a complicated dynamic behaviour, oscillation reactions are
till attracting considerable interest due to their unique importance
hroughout the entire spectrum of science and engineering [10–12].Our group has for some time investigated the oxidation reactions
f iodide by several important oxidants, including ozone, hydrogen
eroxide, hypochlorite ions and peroxyacetic acid [13–15]. Indeed,
he oxidation of iodide has served as the basis for the analysis of
everal oxidants [16,17]. In this paper, a clock reaction based on
2 A.M. Mohammad et al.
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he oxidation of triiodide, I3−, by chlorate in slightly acidic and
eutral media is presented. Iodine oxidation by hydrogen peroxide
as been previously studied, but this has mainly been in a highly
cidic media and in the presence of IO3− [18,19]. The absence of
igh acidity resulted in no oxidation, as previously stated by Bray
1]. Without iodate the reaction could start, but an induction period
ong enough to permit some iodate formation preceded it [3]. In
he current study, we found that chlorate could oxidise triiodide not
nly in a slightly acidic media but also in a neutral media. The effect
f pH and the concentrations of both chlorate and triiodide on the
eaction behaviour were also investigated. A plausible mechanism
xplaining the nature and steps of this reaction is proposed.
xperimental
ll solutions were prepared in deionised water (Milli-Q, Millipore,
apan) and all chemicals were of analytical grade. Sodium chlorate
99.0%) was purchased from Kanto Chemicals Co., Inc., Japan. To
repare a potential buffer solution, iodine was generated electro-
hemically in a buffered solution containing excess amount of I−.
ased on the high I− concentration used in this investigation, iodine
xisted mainly as I3−. However, there would still have been a small
mount of I2 according to the following equilibrium:
− + I2 ↔ I3−. (1)
In the electrochemical measurements, a platinum electrode
1.6 mm in diameter) was used as the indicator electrode. The sur-
ace of the indicator electrode was polished with a fine emery paper
nd then with aqueous slurries of successively fine alumina pow-
er (down to 0.06m) and then sonicated in an ultrasonic bath for
0 min. The electrode potential was measured versus Ag/AgCl/Cl−
KCl sat.) and a Pt spiral was used as a counter-electrode. The
lectrochemical measurements were performed using a 100 B/W
lectrochemical analyser (Bioanalytical Systems, Inc.). In the spec-
rophotometric measurements, a UV–vis spectrophotometer V-550
JASCO, Co.) was used.
esults and discussion
otentiometric investigation
preliminary investigation of the chlorate–triiodide reaction was
arried out using a potentiometric method in which a Pt electrode
as used as an indicator electrode and the I3−/I− redox couple was
sed as a potential buffer at a pH of 3.2. The reaction progress
as estimated based on the change in the open circuit potential of
he indicator electrode that resulted when chlorate reacted with the
3
−/I− potential buffer. It is worth mentioning here that the reaction
f chlorate and iodide should be excluded under this condition of low
cidity, since a highly acidic medium (which sometimes reaches to
2 M) is required for this reaction to proceed [20–27]. Interestingly,
he potentiometric approach we used is capable of distinguishing
etween the reactions that consume and/or produce iodine. The fol-
owing Nernstian equation was developed to estimate the change in
otential, E, when an oxidant, Ox, gains two electrons in the oxi-
ation of I− at 25 ◦C under the condition of the initial concentration
f iodide, [I−]o, being much greater than that of the oxidant [Ox]:
E mV = 29.6 log {(1 + [Ox]/[I−3 ]o)}, (2)
here [I3−]o is the initial concentration of I3−.
c
u
c
t
rig. 1 The potential change due to the reaction of 10 mM NaClO3 to
.05 M acetate buffer (pH 3.2) containing 10 mM KI and 12M I2. The
rrow indicates the addition of NaClO3 solution to the acetate buffer.
The positive change in the open circuit potential, E, of the indi-
ator electrode is direct evidence for iodide consumption or iodine
roduction; a negative E is evidence of iodine consumption or
odide production. Since a high concentration of iodide was used in
his study, the change in the iodide concentration would be negligi-
le and the change in E would simply be related to the change in
he iodine concentration. Fig. 1 shows the potential change which
ccurred when NaClO3 (10 mM) was added to 0.05 M acetate buffer
pH 3.2) containing 10 mM KI and 12M I2. A potential increase
f 7.7 mV is expected by Eq. (1) if the reaction between NaClO3
nd I− is completed. Surprisingly, instead of increasing, the poten-
ial remained constant for a period of ∼100 s and then decreased
lowly. It worth mentioning that similar but shorter induction peri-
ds for the reaction of chlorate and iodine in highly acidic solutions
ave previously been observed [9]. The decrease in potential sustains
he consumption of I2 (in other words iodine oxidation) as inferred
rom Eq. (1). Following this result, we sought another technique to
nvestigate the oxidation reaction of iodine by chlorate.
pectrophotometric investigation
pectrophotometric techniques have proven ideal for studying the
eactions of iodine. We decided to keep the iodide in the spectropho-
ometric measurements in a high concentration so as to compare with
he aforementioned potentiometric results and later potentiometric
pplications. Henceforth, we will talk about the spectrum of I3−
ot I2. Fig. 2 depicts the immediate change in the spectrum of I3−
fter the addition of chlorate ions. In agreement with the results of
owack and Von Gunten [23], two peaks at 288 and 352 nm were
dentified for I3− in a 0.1 M phosphate buffer (PB) (pH 7) containing
0 mM KI and 0.1 mM I3− (Fig. 2a). The intensity of these peaks
ecreased significantly, as shown in Fig. 2b, after the addition of
.36 ml of 0.5 M NaClO3 to 5 ml of 0.1 M PB containing 10 mM KI
nd 0.1 mM I3−. The large decrease in the peak intensities is likely
ue to the high concentration of ClO3− added. This confirms the
xistence of a reaction between I3− and chlorate under the described
onditions. Interestingly, the intensity of the peaks decreased grad-
ally with the concentration of chlorate, which is very useful for
hlorate analysis. A similar approach – but based on the oxida-
ion of indigo carmine by chlorate ions in an acidic solution – has
ecently been reported for chlorate determination [28]. The change
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Fig. 4 The absorbance change of I3− with time at 352 nm after the
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We will show later how the changes in the triiodide concentration
can affect the induction time. Decreasing the pH resulted in a signif-Fig. 2 The I3− spectra in a 0.1 M phosphate buffer (pH 7) containing
10 mM KI and 0.1 mM I3− (a) and after the addition of 1.36 ml of 0.5 M
NaClO3 to 5 ml of the same buffered solution (b).
of I3− spectrum was also monitored with time as shown in Fig. 3.
A volume of 1.36 ml of 0.5 M NaClO3 was added to 5 ml of 0.1 M
PB containing 10 mM KI and 0.1 mM I3−, and the spectra were
recorded at various intervals. The intensity of the peaks decreased
slightly after 15 min (curve b), probably due to the slow initial rate
of this reaction. An induction period may also be associated with
this 15 min period. After 70 min (curve c), the intensities decreased
significantly and continued until almost saturation (no I3−) after 92 h
(curve g). The change in absorbance with time at 352 nm appears
exponential, as the inset of Fig. 3 shows. At this point it is worth
commenting on the induction period we observed in Fig. 1 at pH
3.2. We believe changing the pH and chlorate concentration may
affect the induction period [9]. Therefore, recording the change in
absorbance with time in neutral media is expected to result in a
longer induction period. That is very much what we observed when
40l of 0.5 M NaClO3 was mixed with 5 ml of 0.1 M PB containing
10 mM KI, 0.1 mM I3− and the absorbance of this solution was mea-
sured simultaneously with time at 352 nm, as shown in Fig. 4. An
induction period of ∼8 min was observed before a linear decay that
continued for about 3 h. That is why the peak intensities decreased
Fig. 3 The I3− spectra after various periods (0 min (a), 15 min (b),
70 min (c), 130 min (d), 190 min (e), 960 min (f), 92 h (g)) from the
addition of 1.36 ml of 0.5 M NaClO3 to 5 ml of 0.1 M phosphate buffer
(pH 7) containing 10 mM KI and 0.1 mM I3−. Inset represents the change
in absorbance with time at 352 nm for the same solution.
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tddition of 40l of 0.5 M NaClO3 to 5 ml of 0.1 M phosphate buffer
ontaining 10 mM KI, 0.1 mM I3−. Inset is a magnification for the part
etaining the induction period.
ittle within 15 min in Fig. 3, since there may be a certain induction
ime as well.
ffect of pH on the reaction
he effect of pH on the chlorate–triiodide reaction and the associ-
ted induction period was further investigated. In Fig. 5, the change
n the absorbance of I3− with time is depicted at 352 nm after the
ddition of 1l of 10 mM NaClO3 to 3 ml of a solution containing
0 mM KI and 10M I3− at different pHs. Curve a in Fig. 5, mea-
ured in a phosphate buffer at pH 7.2, shows an induction period of
16 min. If compared with Fig. 4, the increase in the induction time
s likely due to the large decrease in the concentration of triiodide.cant decrease in the induction time, as shown in curves b (4 min –
easured in phosphate buffer at pH 4.47) and c (2 min – measured
ig. 5 Effect of pH on the induction period and the kinetics of the
riiodide–chlorate reaction. The absorbance change of I3− in 10 mM KI
as recorded at 352 nm with time [ClO3−] = 3.3M; [I3−] = 10M; pH
phosphate buffer) = 7.2 (a – green), 4.47 (b – red), 2.52 (c – black); curve
d – blue) was measured in 0.1 M H2SO4. The inset is a magnification
f the initial stages of reaction. (For interpretation of the references to
olor in this figure legend, the reader is referred to the web version of
he article.)
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Fig. 6 Effect of chlorate concentration on the induction period and
kinetics of the triiodide–chlorate reaction. The absorbance change of
I3− in 10 mM KI was recorded at 352 nm with time [I3−] = 10M;
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when the concentration of triiodide becomes much less than that
of chlorate, the oxidation reaction of triiodide takes place in two
different steps at two different rates. This behaviour and the effect
of iodide concentration are going to be deeply investigated in future
work.
Fig. 7 Effect of triiodide concentration on the induction period and12
n phosphate buffer at pH 2.52) in Fig. 5. The absorbance decay
ext to the induction period in curve b is steeper than in curve a,
hich means the increase in the H+ ions concentration enhanced
he reaction. However, when the concentration of H+ ions increased
ore, the overall rate of triiodide consumption re-decreased again,
s shown in curve c in Fig. 5. One possible reason for this behaviour
s the increase in the rate of iodide oxidation following the increase
n the concentration of H+ ions. Although comparatively slow, the
odide oxidation by chlorate at a pH of 2.52 cannot be totally ignored.
herefore, one should then consider two parallel reactions; a reac-
ion that consumes triiodide (the oxidation of triiodide) and another
hat produces triiodide (the oxidation of iodide). Unfortunately, in
oth reactions chlorate is going to be the oxidant, and therefore the
eaction becomes more complicated to the extent that one can hardly
redict which reaction is favoured. If our assumption is true, then if
he pH decreases beyond 2.52, one should expect a slower decay in
he absorbance of triiodide than in curve c. To investigate this, the
eaction was repeated in 0.1 M H2SO4. This decay is represented
n curve d in Fig. 5. As can be seen, the reaction has become more
omplicated and four regions can be easily identified. In this case,
here was no induction and instead there was a little increase (first
egion) in the absorbance at the beginning, for about 33 min. Fol-
owing this was a sharp decrease in the absorbance (second region).
he absorbance then increased again in a third region and finally
ecreased slowly as expected. The decay rate in the fourth region in
urve d is much slower than that in curve c, which may support our
ssumption that with decreasing pH a slower decay can be expected
s a result of the controlling of the net reaction by two opposing
eactions, i.e., iodide and triiodide oxidation. The slight increase
n the absorbance of triiodide in the first region in curve d means
hat the rate of iodide oxidation is favoured over that of triiodide.
owack and Von Gunten [23] have reported that chlorate is able
o oxidise iodide to iodine in highly acidic media according to the
ollowing equation:
I− + ClO3− + 6H+ → 3I2 + Cl− + 3H2O. (3)
At present we cannot assign the new regions that appeared in
urve d. At this lower pH, many iodine and chlorine-containing
pecies may exist and it becomes very difficult to predict the reac-
ion. We have repeated the same experiment as seen in curve d at
hree other concentrations of chlorate and the same trend was repro-
uced. Understanding the details of the reaction in highly acidic
edia will need further investigation. However, based on our results,
moderate pH between 2.52 and 7.2 is highly recommended for
tudying the chlorate–triiodide reaction.
ffect of chlorate concentration on the reaction
e also studied the effect of chlorate concentration on the
riiodide–chlorate reaction at pH 4.47. Volumes of 1, 3, and 9L
f 10 mM NaClO3 were individually added to 3 ml of a phosphate
uffered solution (pH 4.47) containing 10 mM KI and 10M I3− and
he absorbance at 352 nm was recorded. This is shown in Fig. 6. No
hange in the absorbance occurred for iodine-containing PB without
dding chlorate. As can be seen in Fig. 6, a considerable decrease in
he initial absorbance occurred with the increase in chlorate concen-
ration. This finding may be useful for chlorate analysis. It is also
lear in this graph that the induction time increases and the decay rate
f I3− decreases with the concentration of chlorate. Liebhafsky et
l. have also observed a decrease in the reaction rate with hydrogen
eroxide concentration in case of the reaction of iodine and hydro-
en peroxide [19]. The decrease in the rate of the triiodide–chlorate
k
i
(
(
lH (phosphate buffer) = 4.47; [ClO3−] = 3.3 (a-red), 10 (b-green), and
0M (c-blue). (For interpretation of the references to color in this
gure legend, the reader is referred to the web version of the article.)
eaction with chlorate concentration is likely behind the induction
longation.
ffect of triiodide concentration on the triiodide–chlorate reaction
hree L of 10 mM NaClO3 was added to a bottle containing 3 ml
f phosphate buffered solution (pH 4.47) containing 10 mM KI
nd (curve a) 10M (curve b) 3.33M, and (curve c) 1.85M
3
−
. The absorbance of each bottle was recorded at 352 nm; this
s shown in Fig. 7. A significant decrease in the induction period
an be observed with the increase in the triiodide concentration;
urther, the overall rate increases as well. It can also be seen thatinetics of the triiodide–chlorate reaction. The absorbance change of I3−
n 10 mM KI was recorded at 352 nm with time [ClO3−] = 10M; pH
phosphate buffer) = 4.47; [I3−] = 10 (a-red), 3.33 (b-blue), and 1.85M
c-green). (For interpretation of the references to color in this figure
egend, the reader is referred to the web version of the article.)
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Mechanism of triiodide–chlorate reaction
The mechanism of the reaction of chlorate and iodine is not, to this
stage, fully understood. Previously, it was assumed that ClO3− reacts
with I− produced from the hydrolysis of I2 to form HIO [9]. The
hypoiodous acid reacts further with chlorate to produce HIO2, which
reacts next with chlorate to produce iodate, IO3−. It makes sense to
assume this in highly acidic media, and in the absence of iodide,
as evidenced in our investigation. However, if the reaction occurs
in a neutral medium (pH 7) and in the presence of excess iodide,
the reaction of chlorate with iodide ions should be ignored [21–26].
Moreover, there is no need for iodide to come from the hydrolysis
of iodine since a surplus of iodide ions already exist in the medium.
Hence, we assume that there is a direct reaction between triiodide
(or favourably iodine) and chlorate similar to that between iodine
and hydrogen peroxide [29]. Based on the above discussion, the
following mechanism may be eligible for the reaction of chlorate
and iodine:
I− + I2 ↔ I3−,
2I3− + H2O ↔ I2O + 4I− + 2H+, (4)
I2O + ClO3− + H2O → HIO + HIO2 + ClO2−, (5)
HIO2 + I− + H+ → I2O + H2O, (6)
I2O + H2O → 2HIO, (7)
4HIO → IO3− + I3− + 2H+ + H2O. (8)
Simply, the triiodide, I3−, is first hydrolysed into hypoiodous
anhydride, I2O, as shown in Eq. (4). In fact, I2O is reported to exist
as an important intermediate during the reaction of I2 and H2O2 [29].
Similar to a previous report [18], chlorate reacts next with I2O to
produce HIO and HIO2, as shown in Eq. (5). These two species, HIO
and HIO2, have been detected as intermediates when HOCl reacts
with iodine [30]. When released to the medium, HIO2 continues
reacting with excess I− in the solution to produce I2O again (Eq.
(6)). It is also possible that I2O is further converted to HIO (Eq. (7))
and finally IO3− (Eq. (8)). Accordingly, IO3− will be the oxidation
product of iodine, and ClO2− will be among the intermediates of
chlorate reduction. The possibility of ClO2− reacting with I− should
still be considered. Work will be extended to verify the mechanism
and to identify the products.
The observed induction period is thought to be the time required
to produce enough catalyst to enhance the reaction. It has been
previously hypothesised that the produced iodate is able to catalyse
the oxidation reaction [3]. We have examined the effect of adding
iodate initially with triiodide and chlorate (data are not shown) but
it did not affect the induction time. Therefore, in our reaction it was
not iodate that catalysed the reaction. We believe that the oxidation
reaction is auto-catalysed by HIO and HIO2, and the time required
to form the necessary amounts of HIO and HIO2 is regarded as the
induction time.
ConclusionWe have presented a new oxidation reaction for triiodide by chlo-
rate ions in both neutral and slightly acidic media. The reaction
was initiated by an induction period, whose length depended signif-
icantly on the acidity of the solution and the concentrations of both
of the triiodide and chlorate. The induction time was thought to be
[213
he time required to produce a suitable concentration of HIO and
IO2, which can further auto-catalyse the reaction. The reaction was
onitored both potentiometrically and spectrophotometrically, and
tentative mechanism involving the HIO, HIO2, and I2O intermedi-
tes was proposed. This oxidation reaction of triiodide by chlorate
an be classified as a clock reaction, since it involves an abrupt
hange in the concentration of triiodide ions after a certain induc-
ion time. This reaction will definitely help in understanding the BL
echanism and may initiate a new class of oscillating reactions.
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